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ABSTRACT 

This UNESCO newsletter is divided into these three 
sections; (1) a student chapter on the rates of chemical reactions; 

(2) the student laboratory guide; and (3) the teacher laboratory 
guide. The laboratory guides describe 14 experiments showing students 
the differences in chemical reactions and how the rate can be 
affected by temperature, concentration or catalysts. In the student's 
guide each experiment is introduced by a short outline followed by a 
description of the procedure in detail. Important points concerning 
the principles on which the experiment is based, including 
explanation of relevant general background, are given in the 
"discussion" of each experiment. Each experiment is followed by 
examples of questions which could help the teacher in the classroom; 
answers, with the explanation in detail, are summarized in the 
teachers' guide. (Author/PR) 
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REPORT ON THE THAI-UNESCO CHEMISTRY SUMMER INSTITUTE 

30 March to 2^ April 1970 



I. Aims of the 1970 Summer Institute in Chemistry. 

In staff discussions, the following aims of the Slimmer 
Institute were agreed upon explicitly: 

A. To teach, in simple terms, the concepts involved in Rates 
of Reaction — the content of rates of reaction. 

B. To teach how these can be taught at school level — 
the methodology of rates of reaction. 

C. To teach the participants to evaluate and adapt classroom 
and laboratory materials to their own situations. 

D. To help them learn how to introduce these materials and 
other similar materials for improving their own syllabi 
and curricula — the techniques of curriculum reform . 

II. Implementation of the Aims. 

Lectures, discussions, .and' lecture experiments covered the 
content’ of rates of chemical reactions. Discussions and laboratory 
work made clear to the participants how these can be covered in 
high school work. 

A special set of laboratory experiments, together with further 
discussions, explored the participants, ability to evaluate and 
adapt some materials to a developing country's situation. 

Discussions on examinations, how to set and how to evaluate 
them, together with discussions on syllabus content helped to show 
many participants directions which could be taken towards curriculum 
reforms. A special group of Thai staff members and participants was 
formed into a working group to draft a set of recommendations 
which shall be transmitted to the Ministry of Education through the 
Summer Institutes' Organizing Committee. 

III. Evaluation 

All in all the conduct of the Chemistry Summer Institute was 
satisfactory. As in all of this type of endeavor, some lines of 
action which should have been taken became clear only at the end 
of the session. 

The aim of teaching content and methodology of rates of 
reaction was fulfilled quite adequately. There was certainly need 
to educate the participants in this area. The theme Rates of 
Reaction this year completes the programme of covering the most 
important topics in chemistry teaching at pre-university level. 
Previous Summer Institutes have dealt with Energy, Compound Forma- 
tion, Stoichiometry and Equilibria. 
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BATES OF REACTION 



The world is full of changes. Some are rapid as are fires. 

Some are slow as is rusting. Most, including fires and rusting, are 
fast or slow depending on the conditions. For example, the time 
needed to cook food varies with the cooking temperature, and the time 
needed to remove a crowd of people by bus varies with the number of 
people and number of buses available. The amount of change per unit 
of time is called the rate of change, and, in chemistry, the rate of 
reaction. 

Fast and Slow Reactions . 

Most of the chemical reactions you have studied have been rather 
fast, for example, the precipitation of solids, the generation of gases, 
and the changes in color observed in your study of chemistry. Such 
reactions stop after a few seconds or minutes. But, of course, they 
were chosen as examples because their rates are rapid enough for you 
to observe the change in the available time. 

Very, rapid reactions (such as explosions) may be over in one 
thousandth of a second whereas slow reactions may take years (iron 
rusting, wood rotting), centuries (decomposition of concrete), or even 
millions of years (mountains growing and wearing down). 

Of course, explosives, such as gun powder, need not explode. 

They can burn at a slower rate or they can decompose even more slowly 
just sitting at room temperature. These changes in rate are primarily 
due to changes in temperature. There is an increase in rate for the 
great majority of reactions when the temperature of the system increases 
and one of the simplest methods of varying a rate of reaction is to vary 
the temperature. If accurate measurements of rates are to be made it 
is essential that the temperature be constant during the reaction. 

Half-Lives 



Radioactive (nuclear) reactions have the longest range of rates, 
and the most accurately measured rates, known. Some nuclear reactions 
are so slow that most of the starting material still remains after a 
million or more years. In order to describe such a long range of rates 
of reaction scientists have used the term half-life. The half-life 
for any reaction is the time which would be required (under a given sot 
of conditions) for half the initial material to react. See Figure 1. 
Can you see that the concept of half-life suggests reactions never "go 
to completion?" Can you also see that 0.1 lives, 0.01 lives, and so 
forth are also useful in discussing rate of reaction? 
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Number of half -lives. 

Fig. 1. Percentage of starting material remaining after aero to six. half- 
lives have elapsed. After 10 halfrlives only 0.1^ of ’the starting 
• mate rials remain. This is often a negligible amount and the react- 
ion is often’ said to "go to completion 1 ’ . Actually, of course, • 
reaction continues. 



Radioactive reactions are especially easy to describe in terms of 
half-lives since the half-life of each reaction is constant regardless of the 
concentration or amount of the starting material and is almost unchanged by 
changes in external Condit ions . Known radioactive half-lives range froim 
about 10“ seconds? to lOl® years. Shorter and longer half-lives cannot be 
measured with present techniques. 1 For shorter. half-lives the materials dis- 
appear, too rapidly to be detected. For longer half-lives the rate is too 
small to measure. 
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The half-life for a reaction can be measured more accurately than the 
time for the reaction.. to finish or go to completion, especially for reactions 
lasting an hour or longer. . Furthermore, reactions generally do not "go to 
completion" (See Figure 1) nor is it eaqy to decide when a change is "finished". 
We shall, therefore, usually use half-lives to discuss rates. For fast re- 
actions of the type you will deal with in the laboratory both the half-lives 
and the time until observable change stops are of the order of a few seconds 
or minutes. On the other hand, for a slew radioactive reaction, with a half- 
Ilfe of 1 year, there will still be about 6% of the material left at the end 
of four years (See Figure 1). Clearly there is a readily observable difference 
between half-life and time io "finish" the reaction in such cases. But if the 
half-life is 1 second , only one thousandth of the original material would be 
left in 10 tecs. (See Figure 1). In effect, fast reactions are over by the 
time ordinary observations can be made. Do you think that all reactions then 
ceta3e? 



We- shall discuss rates in terms of half-lives in order to emphasise that 
reactions do not "go to completion" in any readily definable time. The half- 
-life is the time which would be required for half the original materials to 
rfaact. For most reactions you will study, the half-life and "time to comple- 
tion" do not differ greatly. Quite often it is convenient to measure the time 
for a smaller fraction of reaction than one half-life. The ideas are the same. 
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Z 22L 13o. React ions Occur ? 

Iron and water reaofc, in the presence of air, to give. rust. If any 
one of che three reactants in absent, rusting will not occur* Only when 
substances are mixed can they react. At the molecular level, we rephrase 
this to say that molecules must collide before they can react. 

Yet collisions- alone are clearly not enough to give’ reaction. Gun 
powder is a mixture of charcoal, sulfur, and potassium nitrate « The mole- 
cules are in continual motion and jostling against one anotner* Yet they 
explode only when ignited by a spark or a sharp blow, both of which raise 
the temperature of the gun powder. For reaction to occur molecules dust 
collide, but the likelihood of reaction increases as the temperature rises. 

At higher temperatures these molecules collide more vigorously. They are 
more apt to react rather than merely rebound. 

Molecules also have shapes and their different sides may be different/ 
Each side will have its own tendency to react and this tendency may well vary 
from side to side. The reaction gaseous H^O with gaseous CQ to produce 
and COn, for example, req. ires not only that H^O collides with CO •I* enough 
energy^ to react, but that the collision be of a configuration like j*^0 — C«=0, 
not g^;0 — -0*C. Only in the first ccllicion is there a reasonable possibility 
of 0?C=0 forming. The molecule which forms during a collision leading to re- 
ion is called an intermediate molecule or an activated molecule. It is lili*v 
other molecules in that it has a moa 1 ; probable shape. It differs in that its 
half life is usually onily about 10” ** seconds before it files apart* 

fee shall find that these three ideas are sufficient to interpret the 
reservations about rates of chemical reactions: 

1) a collision must occur, 

2) the energy of the collision must be great enough to allow reaction, 

3) the orientation of the collision must be appropriate to allow 
reaction. Bee Figure 2. 



.Reaction occurs 

C o - cOOO 

No reaction 




Fig. 2* Formation and decomposition of an activated, intermediate molecule. 
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The rate is determined by the interplay of these three factors. We 
now need to determine what experimental factors determine the number Oi 
collisions, the energy of the collision, and the orientation during 
collision. . 

We have developed these factors in terms of chemical reactions, 
but they apply to other changes as well. The chance of damaging an 
automobile fender is determined by the likelihood of collision, the j 

energy of the collision, and the orientation of the automobile. The j 
same ideas apply to other changes. As we develop ideas on rates by j 
studying rather simple chemical react ions, you should continually try 
to extend these ideas to interpreting the many changes you see around j 
you. I 

Collision Probability . j 

If you are in a grove of trees and throw a ball at random, the v 

likelihood of it hitting a tree is proportional to the number of trees ; 

within range of the ball, that is, to the concentration of the trees. j 
If there are three times as many trees, there is three times the chance, 
of a collision. Or if you throw three balls at random, the collision ■■ 
probability again increases by three. If both the concentration of 'i 

trees and the concentration of balls increases three times, then the • 

collision probability increases by a factor of 3 x 3 or 9 times. j 

\ 

Similarly in chemical systems the collision probability is 1 

related to the concentrations of the colliding molecules. For a * 

simple bimolecular collision (A+B = AB) in a large collection of f 

two kinds of molecules, . A and B, the relationship is: 

rate of collision cc {A}{B} 

or rate of collision s kg{A}{B} j 

where kg is called the rate constant for the bimolecular collision. 

The chance of three molecules of kinds A,B, and C colliding in 
a mixture is 

rate of collision s k^lAHBHC} 
and similarly for more complicated collisions. 

But consider for a moment the relative probability of two and 
of three molecules colliding, for example in a gas at customary 
pressures and temperatures. Average molecular velocities are about 
10* cm/sec and average molecular sizes about 10“^ cm in radius. If 
we assume a collision occurs whenever two molecules are within 10“^cm 
of each other, the collision lasts about 10"? ( cm ) /lO^ (cm/sec) or 
10“^ sec. This is consistent with a great deal of other direct ex- 
perimental evidence. For a third molecule to participate in the 
collision it has to arrive at the spot during this 10“^^ second 
interval. This is a small time and it turns out that the likelihood 
of a collirion between three molecules in a gas is about 1/1000 that 
of a collision between two molecules. A similar statement can be 
made about collision probabilities in liquids and solids. 
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Thus, without performing any actual rate experiments at all, we arrive 
at the conclusion that, collisions between two molecules are far more likely 
than those involving larger numbers. From this we may infer that the great 
majority of actual chemical reactions involve only tfco molecules colliding 
at a time (not counting solvent molecules)* All experimental evidence 

supports this idea* For example, how many cars collide at once in a 
"multiple collision? * 

Net Equations and Mechanistic Steps 

When we look at a net equation such as 
5Fe ++ (aq) + MnO^(aq) + 8H + (aq) = Kn ++ (aq) + 4^0(1) +• 5Fe +++ (aq) 




. Fig* 3* Net equations generally do not -represent mechanistic steps* 



it is only reasonable to assume that this equation does not represents 
single reaction* The likelihood of a single collision involving 5Fe (aq) 

+ MnO^(aq), and 8H*(aq) is negligibly small. Furthermore, the chance that 
such a collision, even if it were possible in terms of collision probability, 
would occur in the correct orientation tb produce the observed products is too 
small even to consider* See Figure 3* Trace the changes in any one atom* 

Again, without doing any experiments on rates of reaction, we arrive 
at the conclusion that net equations usually do not represent actual 
mochaniens* They only give the net change in species, not the steps by 
which the changes oocur* We anticipate that each actual step will proba- 
bly involve a collision between two molecules only, with a simple orienta- 
tion, and with as low an energy requirement as possible* For fast react- 
ions all steps must be fast and meet these three criterion* Slow reactions 
are those in which at least one step has difficulty meeting the collisional, 
energetic, and orientation requirement* No matter how fast the rest of tho 
steps may be this slow step will determine the overall rate* 

Having developed a general framework for interpreting rates in terms 
of collision, energy, and orientation probabilities, let us now study somo 
experimental data* The test of the validity of the collision^ 



O 

ERIC 



10 



FILMED FROM BEST AVAILABLE COPY 



■ 6 /. 

energy t *nd orientation ideas will be their usefulness in interpreting 
experimental observations* We shall sometimes deliberately select systems 
you are not familiar with sc that you will concentrate on the experimental 
observations on an unfamiliar system* But we shall also study familiar 
systems so you may see the ideas are generally useful* You should keep,, 
trying to apply these ideas yourself to changes you observe* 

Concentration and. Rate * 

Gaseous hydrogen and sulfur dioxide react with a measurable half- 
life according to the net equation: 

2H 2 (g) + S0 2 (g) = 2H 2 0(g) + 3 Sg(c) (Eqn. 1) 




Tig. 4. Molecular changes required for net reaction 

Note that three molecules must disappear and that a single collision 
is unlikely to accomplish this* See Figure 4* Trace home single atoms* 

Tablcir 1 .gives some experimental data on the tine v t f required for 
a constant small amount of reaction to occur under varying relative 



concentrations of 


and SOg all 


at constant 


temperature* 


Table 1 




Relative 


Cone. 






Expt* 


<v 


<60 2 ) 


t (sec) 




a • 


25 


100 


36 . 




b 


50 


100 


18 




0 


100 


100 


9 




d 


100 


50 


18 




e 


100 


25 


36 


We see 


in experiments a t b 


and c (run at constant f'SQ-)) that 



increasing { H 2 > decreases t proportionately* Doubling 'Hg® decreases 
t to half its former value* Thus 

rate of reaction (at constant (SOg) ) * k {Hg ) (Eqn* 2) 




fi- 
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Similarly from experlaents e,d mad • (run at constant (H.) ) w* observe 

that 2 



Combining thcac two aquation* to oxprooa the effect of both (I.) and (801) 
gives 2 2 



The overall rat* is proportional to the hydrogen concentration tines the 
sulfur dioxide concentration. Hoe could this relate to noleoular collisions? 

Moews and Petrueci studied another reaotion with noderat* half-lives 
in 1964 and obtained the data in Table 2 where t is the tine for a constant % 
snail fraction of reaction to occur* that is a constant fractional life* 



Note that four noleeules (iona) disappear and a ainple collision is unlikely 
to give the net reaction. See Figure 5* The. data are not as neatly orga- 
nized as in Table 1 so let's reorganise then first as in Tfcble 3* 



rate of reaction (at constant. (Hg) ) ■ k (80g ) 



(®qn. 3) 



rate of reaotion * k^Hg) (SOg) 



(Bqn. 4) 



Table 2 



Net equation! 8g0g~(aq) ♦ 3X~(aq) ■ 2S0 2 ~(aq) ♦ X~(aq) (Bqn. 3) , 



Ixperisent (8^) ( X* ) t(aec) 



a 0.077 0.077 21 
b ' 0.038 0.077 44 
c 0.019 0.077 91 
d 0.077 0.038 42 
e 0.077 0.019 89 




Fig. 5* Molecular changes required for net reaction 
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Table 3 








Experiment 


(S 2 of) 


(I") 


t 


c 


0.019 


0.077 


91 


b 


0.038 


0.077 


44 


a 


0.077 


0.077 


21 


d 


0.077 


0.038 


42 


e 


0.077 


0.019 


89 



2 « 

Do you soe why wo reorganized the table so that the {S-Og ) 
increased (or remained constant) in its column, while theft j 
decreased (or remained constant) in its column? Examination of the 
t values shows that, while there is somo experimental uncertainty in 
the data, (about + 1 socond in t) the overall rate equation is 

rate of reaction = kgfS^Og )(l") (Eqn. 6) 

Both equation 4 and equation 6 state that the rate of reaction at 
constant temporaturo in the corresponding system is proportional to the 
product of two concentrations. This is by far the most common kind of 
simplo rate law. 

Gaseous hydrogen iodide reacts with convenient half-lives according 
to the not reaction 



21I1 (g) ■ H 2(g) + *2(g) 

The rate is given by the equation 

rate of reaction n k^(HI)^ * k^f HI)(HI) (Eqn. 7) 

Again we get the most commonly found form of rate law; one which involves 
the product of two concentrations. In this caso the mechanistic step 
might reasonably be the sane as the net oquation. Do you see why? But 
actually it is not. The actual mechanism involves formation of iodino atoms. 

order of A Reaction 



Reactions which givo rate laws like theso of equations 4,6, and 
7 are said to be second order. This means they consist of the simple 
product of two concentration terns. Second order reactions always have 
rate equations like 



rate of reaction « k (A)(B) (Eqn. 8) 

If A and B are identical as in the HI case, the rate equation becomes 

2 

rate of reaction = k(A)(A) a k{A) (Eqn. 9) 

Hinshelwood and Green studied the gaseous reaction for which the net 
oquation is 

21, 2(g) + 2NC (g) - JII 2°(g) * N 2 (E<|n - 10) 

and obtained the data in Table 4. Again we do not anticipate a mechanis- 
tic step yielding tV .v,* anyoMcr since four molecules disappear. 



